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INTERNATIONAL ATOMIC WEIGHTS 
(Atomic Weights relative to'*C = 12 exactly) 







Atomic Atomic 
Number Name Symbol Weight 


Atomic Atomic 
Number Name Symbol Weight 

















1 Hydrogen H 1.008 31 Gallium Ga 69.72 
2 Helium He 4.003 32 Germanium Ge 72209 
3. Lithium Li 6.939 33 Arsenic As 7ACO2 
4 Beryllium Be 9.012 34 Selenium Se 78.96 
5 Boron B 10.81 35 Bromine Br 79.91 
6 Carbon C 12.01 36 Krypton Kr 83.80 
7 Nitrogen N 14.01 37 Rubidium Rb 85.47 
8 Oxygen O 16.00 38 Strontium Sr 87.62 
9 Fluorine F 19.00 39 Yttrium Y 88.91 
10 Neon Ne 20.18 40 Zirconium Le Sip 22 
11. Sodium Na 22.99 41 Niobium Nb 92.91 
12 Magnesium Mg 24.31 42 Molybdenum Mo 95.94 
13. Aluminium Al 26.98 43 Technetium* Tc (99) 
14 Silicon Si 28.09 44 Ruthenium Ru 101e 
15 Phosphorus P 30.97 45 Rhodium Rh 102.9 
16 Sulphur S 32.06 46 Palladium Pd 106.4 
17 Chlorine Cl 35.45 47 Silver Ag 107.9 
18 Argon Ar 39.95 48 Cadmium Cd 112.4 
19 Potassium K 39.10 49 Indium In 114.8 
20 Calcium Ca 40.08 50 Tin Sn Au Gney, 
21 Scandium Sc 44.96 51 Antimony Sb 12128 
22 Titanium Ti 47.90 52 Tellurium Te 12726 
23 Vanadium V 50.94 53 lodine | 126.9 
24 Chromium ' Cr 52.00 54 Xenon Xe T3ires 
25 Manganese Mn 54.94 55 Caesium Cs 132.0 
26 Iron Fo © 55.85" | 56-\Barum > Ba) Sayae 
27 Cobalt Co 58.93 57 Lanthanum La 138.9 
28 Nickel Ni 5S 271 58 Cerium Ce 140.1 
29 Copper Cu 63.54 59 Praseodymium Pr 140.9 


30 Zinc Zn 65.37 60 Neodymium Nd 144.2 


“Unstable elements 


Parenthetical numbers refer to the mass number (not the atomic weight) of the 
isotope with the longest half-life. 


INTERNATIONAL ATOMIC WEIGHTS 
(Atomic Weights relative to '?C = 12 exactly) 












Atomic 
Number Name _ Symbol 


Atomic 
Number Name _ Symbol 












Promethium* Pm Radon* 





62 Samarium Sm ~ 150.4 87  Francium* Fr (223) 
63 Europium Eu 15270 88 Radium* Ra (226) 
64 Gadolinium Gd 15723 89 Actinium* Ac (227) 
65 Terbium Tb 158.9 90 Thorium* — Th 232.0 
66 Dysprosium Dy 162.5 91 Protactinium* Pa (231) 
67 Holmium Ho 164.9 92 Uranium* U 238.0 
68 Erbium Er 16753 93 Neptunium* Np (237) 
69 Thulium Tm 168.9 94 Plutonium” Pu (242) 
70 = Ytterbium Yb 17320 95 Americium* Am (243) 
71 ~Lutetium Lu 1 7O50 96 Curium* Cm (248) 
72 Hafnium Hf 178.5 97  Berkelium* Bk (247) 
73 Tantalum Ta 180.9 98 Californium* Cf (249) 
74 Tungsten WwW 183.9 99 Einsteinium* Es (254) 
75 Rhenium Re 186.2 100 Fermium* Fm (253) 
76 Osmium Os 190.2 101 Mendelevium* Md (256) 
77 ~~ ‘Iridium Ir 19252 102 Nobelium* No (254) 
78 Platinum Pt Weby | 103  Lawrencium* Lw (257) 
79 Gold Au 197.0 104 (Kurchatovium) 

80 Mercury Hg 200.6 

81 Thallium Tl 204.4 

82 Lead Pb 207 22 

83 Bismuth Bi 209.0 

84 Polonium* Po (210) 

85 Astatine* At (210) 


*Unstable elements 


Parenthetical numbers refer to the mass number (not the atomic weight) of the 
isotope with the longest half-life. 





After the completion of this unit, you should know about: 


e the dynamic nature of equilibrium; 

e@ the meaning of equilibrium in a chemical system; 

® the equilibrium constant expression and units of K,,; 

@ application of the equilibrium constant to understanding 
the effect of concentration, pressure and temperature 
changes on equilibrium; 

® the two theories of chemical equilibrium; 

@ two special cases of equilibrium—the solubility product 
and the ionic product of water. 

You should be able to: 


@ write expressions for K, for chemical equilibria; 


® discuss the effect of concentration, pressure and tem- 
perature changes on chemical equilibria; 


® calculate the solubility product for slightly soluble salts. 


The Equilibrium State 


To anyone who has to take an interest in washing the family 
clothes, the world’s weather is divided into ‘good drying days’ and 
‘bad drying days’. On good drying days, the excess moisture in the 
clothes is readily lost by evaporation and all is well, but on bad 
drying days the evaporation does not take place completely, even 
when the washing is left on the line all day. 

What makes a day a ‘good drying day’ or a ‘bad drying day?’ 

To find the answer to this question, let us look more closely at 
the process of evaporation. When a liquid such as water is left in 
an open container, it evaporates away into. the atmosphere at a rate 
which depends on: 

® the temperature; 

® the surface area of the liquid surface; 

® the moisture of the air above the liquid surface; 

® the amount of water vapour in the atmosphere (the humidity). 

If the air surrounding the water is moving about rapidly, the 
water molecules, as they vaporize, will be removed from the surface 
of the liquid and will soon be dispersed before haphazard motion 
and collision can take them back through the surface again. This 
will continue until all the liquid water has passed into the vapour 
state. 

If, however, the air surrounding the water is very still, the rate 
of evaporation will be much lower. This is because some of the 
water molecules in the vapour state, in the course of their random 
chaotic motion, will strike the surface of the water and be taken 
back into the liquid. This is called condensation. The rate at which 
this condensation process occurs depends on the number. of 
collisions between gaseous water molecules and the surface of the 
liquid water. The number of collisions depends on the concentration 
of water molecules in the vapour above the liquid surface. 

On a very humid day, the rate of evaporation of the water is very 
slow irrespective of whether the surrounding air is being disturbed 
or not. This occurs because on such days the water content of the 
air is very high, i.e. the concentration of water molecules in the 
atmosphere is high and the rate of condensation is high. 


When the temperature of the water rises, the kinetic energy of the 
water molecules increases, causing an increase in the rate of 
evaporation. This allows more water molecules to break away 
from the forces of attraction existing between molecules, and leave 
the liquid. 

From this discussion, it appears that a good drying day will be 
warm, not very humid, with some wind to keep the air surrounding 
the clothes moving, while a bad drying day will be cool, humid and 
still. 


Closed and Open Systems 

Two vessels of equal volume, each half filled with liquid water, are 
taken and one of them is left open to the atmosphere (open system), 
while the other is firmly sealed (closed system). Both vessels are 
allowed to stand at the same temperature. After a time it is found 


Figure 1. The liquid 
water in the beaker 
is an example of an 
open system while 
the liquid mercury 
in the thermometer 
is an example of a 
closed system 





that all of the liquid water has evaporated from the open vessel, 
but almost all of the liquid remains in the closed vessel. Further 
examination of the closed vessel indicates that the quantity of 
liquid in it has become constant so long as the temperature remains 
the same. 

This experiment can be used to define some useful terms. 
When a closed system in which a process has been taking place 
appears to reach a state in which no overall change is observed 
(irrespective of the time between successive observations), it is 
said to have reached a state of equilibrium. In the experiment 
described above, the contents of the closed vessel reached a state 
of equilibrium. In other words, the system reached a state in which 
liquid water was in equilibrium with water vapour. 

This statement can be expressed in terms of chemical symbols. 


H,0y = H,0,) 


The subscript (/) means the liquid state, and the subscript (gq) 
means the gaseous state. The symbol = means ‘in equilibrium 
with’. 

In the case of the open vessel, no equilibrium state was reached, 
since the liquid continued to evaporate until it had all disappeared. 
This illustrates a most important point, namely that equilibrium 
cannot occur if the products of the process leading towards an 
equilibrium are not kept within the system, since it is the increase 
in concentrations of these products which gives rise to the equili- 
brium state. 

A system such as the open vessel used in the experiment is called 
an open system. 


Equilibrium cannot be achieved in an open system. 


A further refinement which could be added to the experiment 
described above would be to measure the pressure exerted by the 
water vapour in the closed system. This could be done by attaching 
a manometer or pressure gauge to the empty vessel, and injecting 
a quantity of water through a rubber septum. (See figure 25) 

If the apparatus were maintained at a constant temperature, say 
298 K, it would be found that there would be an initial rise in 
pressure immediately after the injection of the water, but the 
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Rubber septum through which 
water is injected by means 
of a hypodermic syringe 





Manometer or 
pressure gauge 


Figure 2. 
pressure would stabilize at a value of 23.8 mm Hg. This is the 
equilibrium vapour pressure of water at 298 K, i.e. the pressure of 
water vapour in equilibrium with liquid water at 298 K, as shown 
in the pV diagram for water in figure 3. 


Pressure (mm of Hg) 


Water vapour in 
equilibrium with 
liquid water at 298 K 








Gaseous water 





Volume 


Figure 3. Pressure-volume diagram for water at 298 K. Water’ 
vapour in equilibrium with liquid water at 298 K exerts a vapour 
pressure of 23.8 mm Hg. 


This pressure is characteristic of the equilibrium: 
H,Oy = H,0,q) 

at the temperature 298 K. It may well be asked why this system 
comes to equilibrium. It cannot be that only a fixed proportion of 
the water initially present in the system is able to evaporate, 
because in the open vessel all the water was evaporated in time. 
Also, it is known from experiment that the equilibrium vapour 
pressure for the system is fixed for a given temperature, and does 
not depend on the volume of the container. 

Clearly, these observations could be explained by the idea 
already introduced: as evaporation occurs, so also does condensa- 
tion of the water molecules striking the liquid surface. 

The rate of evaporation depends on the proportion of the mole- 
cules in the liquid with sufficient energy to leave the liquid surface, 
and this depends only on temperature. 

The rate of condensation depends on the concentration of water 
molecules in the vapour state. 

Since the concentration of the water molecules is proportional to 
the partial pr pressure, the rate of condensation. ‘will increase_as, the. 
partial pressure in increases. When the rate of condensation exactly 
“equals the rate of evaporation, the system has attained equilibrium 
and the partial pressure is then the equilibrium value. No further 
overall change will be observed. 


Dynamic Equilibrium 

This state of affairs is implied in the symbolic statement previously 
given, re 4 

since it can be separated into: 

(i) vaporization H,0Oy 7 H2,04) 

(ii) condensation H,Ow — H204) 


These processes are referred to as the forward reaction and the 
reverse reaction, respectively. 


Equilibrium occurs when the rate of the forward reaction 
equals the rate of the reverse reaction. Such equilibria are said to 
be dynamic. 





Figure 4. Sodium chromate, Na,CrO,, dissolving in water. (a) Some crystals 

of sodium chromate placed in water at 303 K. (b) After some time the solution 

becomes saturated with sodium chromate. On cooling to 291 K crystallization 

occurs and a different equilibrium is set up between the dissolved Na,CrO, and 
the solid Na,CrO,. 


The concept of dynamic equilibrium makes it easy to explain why 
equilibrium cannot be attained in an open system. Under these 
circumstances, the rate of condensation cannot build up to equal 
the rate of evaporation. The rate of the forward reaction always 
exceeds the rate of the reverse reaction. 

The equilibrium between a liquid and its vapour has been dealt 
with very fully, because it can be used to introduce a number of 
important concepts. A very similar sort of discussion could have 
arisen from a consideration of the solution of a solid in a liquid. 

If we take some crystals of sodium chromate Na,CrO,, and 
mix them with water at 303 K they will begin to dissolve, and the 
colour of the solution will continue to deepen until the solution 
becomes saturated with sodium chromate at this temperature. 
Analysis would show that such a solution contains 87.3 g of 
sodium chromate per 100 ml of water. No matter how long the 
solution was allowed to stand, the concentration of sodium 
chromate would remain constant, provided firstly that the tempera- 
ture was kept at 303 K, and secondly that there was always some 
solid sodium chromate in contact with the solution. 
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The solution is said to be in equilibrium with the solid sodium 
chromate, and we could represent this equilibrium simply as: 


Na,CrO4,.) = Na2CrO4aq) 


ie. as a dynamic equilibrium. Direct evidence for the dynamic 
nature of such equilibria can be obtained by using radioactive 
isotopes. For example, if a small quantity of radioactive solid 
iodine is added to a saturated solution of iodine in contact with 
normal solid iodine, then after a time radioactive iodine molecules 
will appear in the solution, although the total concentration of 
iodine will not change. This means that the process of dissolution 
must be continuing, even though the system is at equilibrium. Also, 
iodine molecules must be leaving the solution to rejoin the solid 
iodine crystals, because the concentration of iodine in the solution 
does not change. - 


Solution saturated with Na CrO, at 323 K and allowed to cool to 
303 K. Supersaturation sometimes occurs 











Equilibrium concentration 


at 303 K 


System kept at 303 K while 
Na»CrO, dissolves 


Concentration of Na2CrO, in solution 


Time 


Figure 5. Diagram representing the establishing of the equilibrium Na,CrO4(s) 
= Na,CrO./aq) at 303 K from concentrations initially above and below the 
equilibrium state 
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Another important point about equilbria can be demonstrated 
with the sodium chromate-water system. If the water is heated to 
323 K and sufficient sodium chromate is added to form a saturated 
solution, then when this solution is cooled to 303 K, some solid 
precipitates and the concentration of sodium chromate in the 
liquid falls. The final concentration of the solution when it is in 
equilibrium with the solid is 87.3 g of sodium chromate per 100 ml 
of water. This is the same as was obtained by adding the solid to 
water at 303 K and keeping the system at this temperature until 
equilibrium was reached. 

From this we can see that the equilibrium state is the same 
whether it is approached from below saturation or above saturation. 
This is shown in figure 5. 

In more general terms, it is found that the equilibrium state for a 
system under specified conditions is always the same irrespective of 
the history of the system. 

We have seen that for processes which are usually regarded as 
physical changes and in which the products of the change are 
allowed to accumulate, a system in time will reach a state of 
equilibrium. We could define such a state of equilibrium as one in 
which no overall visible changes occur, no matter how long the 
system is allowed to stand. This raises the question: 

Do systems in which a chemical change is taking place also reach 
an equilibrium state? 


Equilibrium in a Chemical System 


Consider a vessel of volume one litre into which 10 g of solid 
calcium carbonate is introduced. The air is removed from the 
vessel with a vacuum pump, the vessel is sealed and then raised to 
a temperature of 1167 K. 

If it is assumed that the thermal decomposition of calcium 
carbonate goes to completion, i.e. no equilibrium state occurs, 


then the final pressure in the vessel can be calculated in the follow- 
ing way: 


CaCOz/s) = CaO.) + CO2/g) 
100 g of CaCO is 1 mole of CaCO;3; 
10 g of CaCO, is 0.1 mole of CaCO;; 


1 mole of CaCO; yields 1 mole of CaO and 1 mole of CO,; 
0.1 mole of CaCO yields 0.1 mole of CaO and 0.1 mole of CO2; 
i.e., 0.1 mole of CO. gas is expected to be formed within the one 
litre vessel. 
The pressure exerted by this gas can be determined by using the 
ideal gas equation-of-state. 
pv = nRi 
where V is the volume of the gas (1 litre, neglecting the vol- 
ume of the CaO formed as a 
/ result of the reaction); 
nis the number of moles of gas (0.1 mole); — 
R is the universal gas constant (0.082 /atm K ‘mol ), 
T is the temperature in degrees Kelvin (1167 K). 
p. (1 = (0.1 mol). (0.082 / atm K -1 mol -'). (1167 K) 
= 9.57 atm. 


However, in this experiment it is found that the pressure of 
carbon dioxide is 1 atmosphere, not 9.57 atmosphere, indicating 
that the reaction does not go to completion as was assumed for 
the previous calculation. Further, the pressure of carbon dioxide 
in the vessel does not change no matter how long the system is left, 
so it has reached a state of equilibrium. 

This equilibrium can be written as: 


CaCO3, = CaO, + CO7 


It must be noted that the carbon dioxide at a pressure of 1 
atmosphere is in equilibrium with solid calcium carbonate and 
solid calcium oxide~ 

It can be shown experimentally that if some of the carbon dioxide 
were removed (thus temporarily lowering the pressure below the 
equilibrium value), then some more calcium carbonate would 
decompose, to bring the pressure back to 1 atmosphere. On the 
other hand, if extra carbon dioxide were injected into the vessel 
(thus temporarily raising the pressure above the equilibrium value), 
then some carbon dioxide would combine with calcium oxide to 
return the pressure to 1 atmosphere. These effects are shown 
graphically in figure 6. Addition of calcium carbonate or calcium 
oxide to the equilibrium mixture does not affect the pressure of the 
carbon dioxide, and we shall see the reason for this later. 

The decomposition of calcium carbonate involves pure solid and 
gaseous compounds only, and is in many ways similar to the liquid- 
vapour equilibrium previously discussed. 
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Consider now what happens if only gaseous compounds are 
involved in a reaction. One mole of hydrogen iodide (boiling point 
238 K) is placed in an evacuated flask of 1 litre capacity, and the 
flask and contents kept at a temperature of 731 K for some time. 
Chemical analysis of the flask contents reveals that some of the 
hydrogen iodide has decomposed to yield hydrogen and iodine, 
according to the equation: 


2H1 4 = Haw + lw 


The analysis gives the following concentrations of reactants and 
products. 


Concentration (mol /-’) 


HI 0.780 
H, 0.110 
i 0.110 


These concentrations do not vary with time, so long as. the 
temperature remains constant. (See figure qe) 


1.00 : 
JH, — How 7 lee 







0.90 


0.80 Equilibrium cencentration of HI 4) 


= 


0.70 


0.60 


0.50 


0.40 


Concentration in mol / 


0.30 


0.20 
Equilibrium concentrations of H»/9) and I> (9) 
te oo g 


Time 


Figure 7. The variation in the concentration of HI, H, and I, with time. One 
mole of HI is allowed to decompose in a one litre vessel at a temperature of 
731 K. 
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0.90 


Equilibrium 





0.80 


1 


concentration of Hl /g) 
0.70 


Homq thw = 2HI (a) 


Concentration in mol /- 
fo) 
o1 
oO 


0.30 


0.20 
Equilibrium 






0.10 : 
concentrations of Ho/¢) and lo/g) 


Time 


Figure 8. The variation in the concentration of HI, H, and I, with time. 
0.5 mole each of H, and I, placed in a one litre vessel react and reach equilib- 
rium, at a temperature of 731 K 


A similar experiment carried out in the same one litre flask, 
starting with 0.5 mole of I,/,) and 0.5 mole of H,,/,) initially in the 
flask, would lead to the same final reaction mixture. (See figure 8.) 

Concentration (mol /-') 


HI 0.780 
H, 0.110 
I, 0.110 


Therefore, the conditions correspond to a state of equilibrium. 
Also, it can be shown by experiments with the hydrogen isotope, 
deuterium, that the equilibrium is dynamic; there is a continuous 
formation of HI after equilibrium has been established. 


Using deuterium 


The technique consists of substituting deuterium, 7H, which can be 
radioactively traced, for hydrogen, tH. Recall that radioactive isotopes 
have the same chemical properties as their non-radioactive counterparts. 


Substitution of the deuterium can be effected without disturbing the 
equilibrium. 


Reversible Reactions 


Reactions which come to an equilibrium state in which considerable 
quantities of reactants are present are often called reversible 
reactions. 

Starting with pure hydrogen iodide in the flask, the reaction 


2H = Haw + lw 


occurs. 
If the reaction flask originally contains only hydrogen gas and 
iodine gas, the reaction 


Hip og) = Ele 


takes place. 


- In principle all reactions are reversible. 

Those which appear to go to completion are reactions in 
which the equilibrium state lies so far over to the products’ side 
of the reaction, that the small amount of reactants in equilibrium 
with the products cannot be measured by normal macroscopic 
methods, e.g. chemical analysis. 


As an example, consider the equilibrium between hydrogen, 
oxygen and water vapour at 400 K: 


1 —— 
Hq) + 702) = H20@) 


Although there is some hydrogen and oxygen in equilibrium with 
the water vapour under these conditions, the concentrations are 
so small that they are well below the limits of detection. 

However, in practical terms, the distinction between reversible 
reactions and those which go to completion can be useful, and it is 
therefore retained. 

Many reactions in solution also proceed to a state in which 
relatively large concentrations of reactants and products are in 
equilibrium, e.g. the hydrolysis of the ester ethyl acetate. 


O O 
I @ 
OH 
ethyl acetate + water = ethanol + acetic acid 


is) 


Exercises 


14 


1 Classify the following systems as open or closed: 


(a) Coke (carbon) burns ina household fireplace; 

(b) Sodium chloride dissolves in water contained in a beaker; 

(c) Dye comes out of clothing being rinsed in an automatic 
washing machine; 

(d) Dilute hydrochloric acid reacts with calcium carbonate in 
a tied rubber balloon; 

(e) Dew forms on the grass at night; 

(f) Dew evaporates from the grass in the morning. 


Using the given data for the vapour pressure of water (i.e., the 
pressure of water vapour in equilibrium with liquid water) at 
various temperatures, draw a graph of vapour pressure 
against temperature for water. 


ee 


WK (mm of Hg) 
273.2 4.58 
280. vey 
290. 14.5 
300. 26.4 
310. 46.6 
320. 78.8 
330: 130. 
340. 205. 
350. Sis: 
360. 524. 
370. 680. 
S7S:2 760. 
383.2 1075. 


Nitrogen gas is collected over water at 300 K and 760 mm of 
Hg pressure. What proportion of molecules in the gas are 
nitrogen molecules ? 

(Hint: Use the data in exercise 2.) 


Write the forward and reverse reactions from the following 
statements. 

(i) 3Fe,,.) + 4H20/, = Fe30 4H 

(ii) NH) + HCl, = NH,Cl,y noe 

(iii) PCls(g) = PClarg) + Clava) 

(iv) ZN) = CuSOa/aq)= ZnSO a(aq) + Cus) 

(v) CO) + 202) = COrg 

(vi) 2HClig) + 302%) = H20() + Clog) 


5 Scientists attempt to select co-ordinates so that a simple 
graph can be obtained when one quantity is graphed against 
another quantity. Usually these attempts involve much trial and 
error. For the data given in exercise 2 try graphing log p 


against + x 10°. A straight line graph should be obtained. 


The Equilibrium Constant 


Consider the reaction between sodium arsenite Na3,AsO;, and 
iodine I,, in aqueous solution: 


(aq) 


T5(aq) + AsO3G, + H,0g = AsOijaq) + 2Miaq) + 2HG 


If an alkaline solution of sodium arsenite is added to iodine dis- 
solved in potassium iodide solution, the brown colour of the iodine 
diminishes and is completely discharged when sufficient arsenite 
solution has been added. If sulphuric acid (a source of hydrogen 
ions, H/,,)) is then added, the brown colour of the iodine slowly 
returns, until an equilibrium concentration of iodine is reached. 
This concentration will depend on the amount of sulphuric acid 
added. 

This experiment clearly indicates that the actual equilibrium 
state, as defined by the concentrations of all of the components 
present, is changed by the addition of one of the components to the 
equilibrium system. In other words, addition of H*,,) causes the 
overall process: 


AsOjag + 2ag + 2H Ga = Loe + A8O3/eq+ H20y 


to take place, until the new position of equilibrium arises: 

Further experiments with reversible chemical reactions would 
show that this result is ageneral one, namely that. if the.concentra- 
tion of one or more reactants or products is changed arbitrarily, then 
the equilibrium state will also change. 


1) 


This generalization does not apply to equilibria such as: 
CaCO,,,. = CaO. + CO 4,4) 


in which all but one of the components are pure solids. We shall 
return to this problem later. 

The general observation that a chemical equilibrium is altered 
by changes in the concentration of one or more components of the 
equilibrium system is very useful in terms of qualitative prediction 
of the behaviour of chemical systems. It would be much more 
useful if it could be put on to a quantitative basis, i.¢., if it could be 
used to calculate actual numerical values of concentrations. 

Examination of systems such as the equilibrium between a 
liquid and its vapour, e.g. 


H,0@ = H,0@ 


indicate that the equilibrium can be quantitatively described by the 
statement: 

For a given temperature the pressure of the water vapour in 
equilibrium with the liquid water is constant (see figure 3) 

In symbols, this can be written as: 


| 


(P H,0) 7 a constant 


where (? H,0) 7 equilibrium vapour pressure of water at 


temperature T. 


The equilibrium vapour pressure of water vapour at 298 K is 
23.8 mm Hg. A knowledge of this value permits the calculation of 
the relative amount of liquid and vapour in a vessel of known 
volume, and it also allows quantitative predictions to be made 
as to the result of adding further liquid or vapour to the system. 
Similarly, solution equilibria of the type we have previously 
discussed, e.g. dissolving sodium chromate, Na,CrO,, in water, 


Na,CrO,..) = Na,CrO4,,,) 


can be described in terms of another constant, the saturation 
solubility of sodium chromate in water at the specified temperature. 
It is reasonable to ask whether a similar expression could be used 


to describe quantitatively, the equilibrium between the reactants 
and products of a chemical reaction. 
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The answer to this question is found in the results of experiments 
carried out on reversible reactions. Varying concentrations of 
reactants and products formed are kept at a specified temperature 
until they have come to equilibrium. These equilibrium mixtures 
are then analysed to establish the equilibrium concentrations of the 
substances present. 

It is usual to represent the concentrations of the reactants and 
products in mole per litre (mol /~') by means of a square bracket 
[ ]: 

(I-] means concentration of the iodide ion; 
[I, |] means concentration of iodine. 

When the reactants and the products formed in a reaction are in 
equilibrium, the equilibrium concentrations are represented by the 
symbol [ ], where the subscript e means equilibrium conditions. 

Return now to the experimental data given on page 11 for the 
reaction : 


2HI 4 = Hyg + ly 


A one litre flask containing one mole of hydrogen iodide gas was 
kept at 731 K for some time. Initially, the concentration of 
hydrogen iodide, [HI], is 1 mol /~ and there are theoretically no 
molecules of hydrogen H, or iodine I,, present, i.e. [I,] = 0 and 
[H.] = 9. 

As the reaction proceeds the rate of formation of H, and I, 1s 
quite rapid and the rate of consumption of HI is also rapid. It 
follows that the concentration of HI,/ HI], will decrease with time, 
while the concentration of H,, [H,], and the concentration of IL, 
[I,], will increase with time. 

Since rate of reaction depends on the concentration of the 
reactants, we would expect the rate of decomposition of HI to 
decrease in time. We would also expect the rate of reaction of H, 
with I, to form/H1(the reverse reaction), to increase with time. As 
these two rates are in opposition, they must eventually become 
equal. Rate of reaction is.discussed more fully in the NSCM 
Booklet C9, Rates of Chemical Reactions. 


Chemical equilibrium is defined as the state in which the rate 
of the reverse reaction becomes equal to the rate of the forward 
reaction. 


ANY) 










Hoa tlw = 2Hle 


Reaction rates 





Equilibrium 


2Hl~ = Hoq = [2 






PHI) = Hoi I> v9) 


t Time 


Figure 9. Equilibrium for the forward and reverse reactions occurring in the 
Hyg) + Log) = 2HI@ system is attained at time t 


When equilibrium was reached in the above reaction, analysis of 
the flask gave the following equilibrium concentrations: 


[HI], = 0.780 mol /7* 
[H; |. = 0.110 mol I> 
[1 \) = 0110 mola. 


It was pointed out on page 12 that had the one litre flask initially 
contained 0.5 mole of I, and 0.5 mole of H,, 1.e. 


[Tle 20 sro lia 
[He {= 0onmoliiee 


and these had been kept at 731 K for some time, then at equilibrium 
the concentrations would be: 


[loa Od emo lee 
(He O41 Oimo lee 
[HI], = 0.780 mol 7! 


— . Ee = 2 eeEEEEEEE=EEE=EE—{ESE--- — 


1 00 








0.90 


0.80 Equilibrium 


concentration of [HI (9) Je 
0.70 
0.60 


0.50 


Hoi) + low = 2Hl@ 
0.40 


Concentration in mol /-' 


0.30 


0.20 





Equilibrium 
0.10 





concentrations of [Ho /¢)]. 





and [loa]. 


Time 


Figure 10. The variation in [HI], [H, | and [1, | with time. 0.5 mole each of H, 
and I, placed in a one litre vessel react and reach equilibrium, at a temperature 
of 731 K. 


It has been found experimentally that although the concentra- 


tions of HI, H, and I, present at equilibrium vary when their 
initial concentrations are changed, the expression 


[H]. . [To]. 
HI]? 


is a constant dependent only on the temperature. 


Table 1. Equilibrium in the H,, I,, HI reactions 


CHS eotieta 
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Table I contains some of the data from experiments conducted by 
two American chemists A. H. Taylor and R. H. Crist, during 
1941. Even though there are an infinite number of sets of concentra- 
tions that can exist at equilibrium, there is a single relationship that 
is satisfied when the system is at equilibrium. Equilibrium. was 
approached by decomposing HI. The temperature was 731. K. 


The expression (ode Hele 


is called the equilibrium constant for the system 

2H1(g) = Har) + larg 
at a particular temperature and it is given the symbol, K,) where 
the subscript c indicates that the value of this constant has been 
calculated in concentration units (mol /~'). 


If the equilibrium is written as: 
Haq + h@ = 2H 


then by the convention used above, the equilibrium constant iS 
written : 


/___ [arp 
2 el. 


K/, is the reciprocal of K,, ie. K, = = 


In making calculations using the numerical value of an equili- 
brium constant, it is most important to use this convention to 
avoid confusion. 

Experimental work on other equilibrium systems has shown that 
they also can be described in similar terms, e.g. 


For the equilibrium: 


: : CO, + H,0, = CO 6) + Hy) 
it is found that the expression 


1CO7).. [Hae has a constant value at a given temperature 
[CO]. {H,0], . ——, 


For the equilibrium: 
ot N,04) = 2NO.) 
it is found that the expression 


[NO,} | 
[N,O,]. as a constant value at a given temperature. 
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The examples discussed so far have applied to equilibria set up in 
gaseous systems, but the same sort of result has been found for 
solution equilibria, e.g. 


] ] 
CH,:C—OH+ CH,:CH,-OH = CH,:C—O—CH,:CH,+H,0O 
acetic acid + ethanol = ethyl acetate + water 


can be set up in the liquid phase and it is found that the expression 


[ethyl acetate], [H,O], 
[acetic acid], [ethanol], 


has a constant value at a given temperature. 
These experimental findings can be generalized as follows: 
-Consider the equilibrium: 


aA + bB = pP + qQ 


where A, B, P and Q are the chemical species which make up the 
equilibrium system, and where a, b, p and q are the stoichiometric 
coefficients required to balance the chemical reaction. 

The expression 


(P}e [QE 


[ARTBIe, 


has a constant value at a given temperature. 

This is called the equilibrium constant, K,. In the equilibrium 

constant expression: 

e the concentrations of the reaction products, each raised to a 
power to its stoichiometric coefficient in the chemical reaction, 
appear in the numerator; 

e the concentrations of the reaction reactants, each raised to a 
power equal to its stoichiometric coefficient in the chemical 
reaction, appear in the denominator. 

Formal proof of these statements can be obtained by using the 
methods of chemical thermodynamics (the study of the relationship 
which exists between energy changes accompanying chemical 
reactions), but such a proof is beyond the scope of this booklet. 
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For the present let us accept the existence of the equilibrium 
constant and the form of the equilibrium constant as experimental 
facts. Later in this booklet we shall look briefly at the theories of 
chemical equilibrium. 


Units of Equilibrium Constant 


The units of K can be seen by inspection of the equilibrium 
constant expression. 
© For the equilibrium: 


2H14) = Haw + ly 


K = Dex, I]. 


[HI]. 
If the unit of concentration used is mol /7}, 


. MOLie a) N0ld ae 
then the units of K, = Se re 


In this example K, has no units. 


© For the equilibrium: 


K, = [NO, |? 
[N,0,]. 
If the unit of concentration used is mol /7!, 
i I 
then the units of K. = aol a 
Pe ks eS 


In this case K, has the units (mol /~) 


© For the equilibrium 


Now t 3H 45) = 2NH 


3(9) 
K = [NH;]2 
¢ = WT Te 
[N]. A LHe: 
If the unit of concentration used is mol I~}, 


then the units of K. = (mol [7 *)* 
c Vi i Nei 
(mol /~*) (mol 17) 


In this case K, has the units (mol 174) 2; 
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Where K, has units the numerical value of K, for an equilibrium 
at a given temperature will depend on the units of concentration 
chosen, namely, mol /~' or g 171. 

For a given choice of units of concentration, the value of K, will 
be constant, irrespective of the individual reactant concentrations 
and product concentrations in the actual equilibrium mixture. It 
is not necessary to confine calculations of equilibrium constant 
values to concentration units, such as mol /7~', if other units are 
more suitable in terms of experimental practice. 

In a mixture of gases, it is convenient to define ‘partial pressure’. 

The_partial.pressure. of. a.gas..in..a..mixture..of..gases...is the 


pressure which. it would..exert. ‘if\italoné..occupied..the. volume). 
vot the Vessel containing. the gases, 





Figure 11. Dalton’s Law of Partial Pressures states that 

the pressure of a mixture of ideal gases is the sum of the 

pressures that each gas would exert if it were the only gas 
present in the vessel 


For a reaction taking place in the gas phase, it is often convenient 
to describe the equilibrium mixture in terms of partial pressure of 
the gaseous reactants and products. 


Consider the equilibrium: 


Nag + 3H = 2NH3q) 


If the equilibrium partial pressures of nitrogen, hydrogen and 
ammonia are given by (Px,).» (Pu). and (Pyu;),» respectively, the 
equilibrium constant can be written in terms of these partial 
pressures, 
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(Pxu)? 
(Px). (Pu) 


(4 


jie 


K, is also called an equilibrium constant. 





There is a relationship between K, and K,, 
K, = K,(RT)4" 


pe Pas 
where R = universal gas constant 
T = temperature in degrees Kelvin 
An = difference between number of moles of gaseous 


products and reactants. 


For the reaction 
Now + 3Ha@ = 2NH36) 


the number of moles of gaseous products = 
The number of moles of gaseous reactants 


“2An 3+1) 


ll Il 


Z 
34+ 1 
2 — ( 


Note that An can be positive, negative or zero. The value of R to be 
used in such calculations depends on the units used in the concentrations | 


and partial pressures. If concentration is given in mol /~*, and partial | 
pressures in atmosphere, then the value of R is0.082/ atm Ke4tmoles: 


Exercises te 


6 Write expressions for K, for the following equilibria: 

(i) NOz¢g) + SO2/¢) = NO) + SO, 
(ii) 2CO~g) + Or) = 2002/9) 

(ili) Hag) + Clog) = 2HClig) 

(iv) Nag) + 3H2/g) = 2NH, i) 

(v) 28024) +0279 = 2803/4) 

(vi) SOaq) + 404) = SO,/,) 

(vii) C2Heg) = CoHag) + Hag) 

(viii) CoHag + Hag) = CH) 


7 Write down the relationship between K, for equilibrium (v), 
and that for (vi) in exercise 6. 


8 One mole of the gas carbonyl chloride, COCI,, is put into a one 
litre flask and allowed to stand at constant temperature until 
the chemical equilibrium, 


COCI2(g) = CO + Cloygy 


is established. Analysis of the reaction mixture shows that 
0.2 mole of Cl, is present. Calculate K, for the equilibrium at 
this temperature. : . 
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Applications of the Equilibrium 
Constant 


As we have seen, the equilibrium constant for a reaction gives us a 
quantitative description of the conditions under which the reactants 
of the reaction can be in equilibrium with the products. Clearly, it 
would be of practical interest if numerical values of equilibrium 
constants for chemical reactions were collected together and 
published. 

Such tables are available, and a short list of some reactions and 
their equilibrium constants is given in table 2. 


Table 2. 


: : a Re 
Reaction Equilibrium Constant pera- 
. : : Ee oe tia 














Any lm eaeg, “Oey K, = 1.84 x 10°? 731 
N204/g) = 2NO 2/9) Kp = 0.65 atm 318 
2S0 2/4) + Ong) = 2803/g)| Ko = 3.5 atm 







CH3.COOH aq) = Haq) 
ae CH. COO Jaq) 
Broyg) = 2Brig) 





18x10 °mol/s' 
6.2 x 10 '2 atm 









Recall the statements made on page 21. The numerator of the 
equilibrium constant expression contains the concentrations of the 
reaction products each raised to the appropriate power. The 
denominator of the equilibrium constant expression contains the 
concentrations of the reaction reactants, each raised to the appro- 
priate power. 


® For the equilibrium: 
CO® + 202 = COr@) 
Ni CO) |. 
ec O laa OF; 
where [O, ]3 is the same as ./[O,]., ie., the square root of the 
concentration of oxygen at equilibrium. 


This would usually be taken to mean that the equilibrium state 
arose by an overall reaction occurring in the direction left to right, 
i.e. by the reaction taking place in a mixture containing more CO 
and O, and less CO, than required for the equilibrium state. The 
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most extreme example of such a mixture would be CO and O, 
only. If the reverse process were of interest, 1.e. the attainment of 
equilibrium by the decomposition of carbon dioxide, the equili- 
brium would be written as: 


| 1 
CO74q) = COw + 202) 


and 
ge — (CO]..[02]! 
° [CO,]. 
Comparing the two equilibrium constants, 
Ke ls 
Cr K / 
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Effect of Concentration Changes on Equilibrium 


The effect of changing the concentration of one or more of the 
reactants or products is now studied by investigating a simple 
reaction. For the method of investigation to be easily understood, 
whole number quantities will be used. | 

Consider a vessel of one litre capacity into which 88 g of carbon 
dioxide gas and 4 g of hydrogen gas are admitted. The vessel and — 
its contents are heated to 1223 K and allowed to come to the 
equilibrium state defined by: 


CO2@ + Hyg = CO™ + H20@) 
The equilibrium constant K, is given by the expression 


_ [CO]... [H,0]. 
‘ [CO,], . [H,]. 
and has the value of 1.0 at the temperature of 1223 K. 


K 


We shall calculate the equilibrium concentration of each of the 
components of the equilibrium mixture. Then we shall investigate 
what happens when we arbitrarily change some of these concentra- 
tions by adding or removing material. Remember all of the calcula- 
tions which follow apply to the system at a temperature of 1223 K. 


Let us begin by calculating the molar concentrations of the initial 
mixture. 
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initial concentration of CO, = 88 gl’ 
molecular weight of CO, = 44 
initial molar concentration of CO, = 2.0 mol 17! 
initial concentration of H, = 4 g I-' 
molecular weight of H, = 2 
initial molar concentration of H, = 2 mol pe 
Let x = fraction of CO, reacted at equilibrium. 
‘no. of moles per litre of CO, present at equilibrium 
=r ee x): 
Similarly no. of moles per litre of H, present at equilibrium 
Se PAUN S109) 
Now for every mole of CO, reacted there will be one mole of CO 
and one mole of H,O formed. Why? You should be able to deduce 
the answer by referring to the balanced equation for the reaction. 


So, if x = fraction of CO, reacted, ; 
2x = no. of moles of CO, reacted per litre. 


ic. concentration of CO, at equilibrium = ENED 
1 litre 
= 2x mol 7! 
‘. concentration of CO and H,O = benim h 2, 


Thus, at equilibrium we have the following concentrations: 
(COs ss le—ex) mol ies 
[H,]. = 201 — x) mol I~? 
[eG mollis. 
[Sigel = Caran 
[CO], . [H,0], 


eee ee COS [Eo 
ms DXB LX, 
~ 24 — x). (1 — x) 
But K, = 1.0 
OXpeLx, 


oe) ea (lies x) a 
Ax? = 4 — 8x + 4x? 

8x = 4 

ie emt APS) 
So at equilibrium the system will consist of: 
CO, at a concentration of 2(1 — 0.5) = 1 mol /~* 
H, at a concentration of 2(1 — 0.5) = 1 mol /~* 
CO at a concentration of 2(0.5) 1 mol /~! 
H,O at a concentration of 2(0.5) 1 mol /~! 


2) 


Let us now ask what would happen if some CO were added to 
the mixture at equilibrium. Suppose an additional 0.1 mole of CO 


were added. . 
From the equilibrium constant expression we know that 


[CO]..[H2O]. _ 
K, = set 2 Je = 1.0 at 1223 K. 
: [CO,]..[H2]. 


Now if the concentration of CO is suddenly and artificially in- 
creased by 0.1 mole per litre, at the moment of addition the value 
of the above expression will be: 


[CO].[H,O] _ (0.5 + 0.1) . (0.5) 
[CO,] [Hz] (0.5) . (0.5) 

_ (0.6).(0.5) 

~ (0.5).(0.5) 

= 12 


This reflects the fact that the system is no longer at equilibrium, 
and since systems move towards equilibrium, a process will occur to 
restore equilibrium. 

We have seen that immediately on addition of the extra CO, the 
expression 


footer equals 1.2 


The concentrations must change in such a way as to decrease the 
value of this expression from 1.2 to 1.0. This involves decreasing 
the value of the numerator, and increasing the value of the denom— 
inator. 

Some of the CO and H,O must react to form CO, and H,, 
until a new set of equilibrium concentrations is reached, such that 
the equilibrium expression 


e 
cote again equals 1.0 
2Je. 2te 


The amounts of the four constituents present in the new equi-— 
librium state can be calculated in the following way. 

The overall effect of adding 0.1 mole per litre of CO to the first 
equilibrium mixture is the same as making up an initial mixture of 
CO,, H, and CO, in the concentrations: 
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2 mol /~' of CO, 
2 mol I~! of H, 
0.1 mol /~* of CO. 


Then, if x = fraction of CO, reacted at equilibrium (in concentra— 
tion units), the following would be the equilibrium concentrations: 


fEOs | 9 2( tt) mollis 
fea] (tex) mol ise 
(HO e= 2x mobi 
[CO], = (0.1 + 2x) mol 17! 


Substituting these values in the equilibrium constant expression: 
K = [CO], : [H,O], 
p [CO,]..[H2]. 


19 a Ol + 2%). 2x) 
aise (Nery 1x) 


we obtain 


solving this equation for x: 
x = 0.5 


‘, at equilibrium, the vessel contains: 


1 — 0.5) = 10 mol I“! CO, 
2020.5) e— 1. 0emoll igi, 

2(0.5) = 1.0 mol I~! H,O 
OMe 10.5) = 11) mol 17) CO! 


From this example it can be seen that the equilibrium law enables 
us to predict the way in which a chemical equilibrium will change 
if extra quantities of one or more of the components are added (or 
removed). 


® For the equilibrium 
aA + bB = pP + qQ 


addition of A or B (or both) will cause the system to be 
disturbed, and a new equilibrium state will result from the nett 
reaction 


aA + bB > pP + qQ 
until the concentrations of A, B, P and Q again obey the 
equilibrium law | 
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[PI]? . [QI 


K, = fAlé. [Bye at the given temperature 


addition of P or Q (or both) will cause the system to be 
disturbed, and a new equilibrium state will result from the 


nett reaction 
pP +qQ — aA + bB 


until the concentrations of A, B, P and Q again obey the 
equilibrium law given above. 
From this example it can be seen that the equilibrium law enables 
us to predict the way in which a chemical equilibrium will change if 
extra quantities of one or more of the components are added (or 
removed). This is sometimes described as follows. 


For the equilibrium 
aA + 6B =—=pP + qQ 

@ addition of A or B (or both) will cause the equilibrium to shift 
to the right; 

@ addition of P or O (or both) will cause the equilibrium to shift 
to the left; 

@ removal of A or B (or both) will cause the equilibrium to shift 
to the left; 

@ removal of P or QO (or both) will cause the equilibrium to shift 
to the right. 


Effect of Pressure Changes on 
Equilibrium 


A similar argument can be used to predict the effect of changing the * 
pressure of an equilibrium system involving gases. 

Suppose we mix the CO, and H, of the previous example in a 
cylinder fitted with a piston. When equilibrium is reached at a 
temperature of 1223 K let the total pressure of the gases in the 


hss be pNm ? (pascal) and let each individual partial pressure 
e: 
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partial pressure of CO,, at equilibrium = (pco), 
partial pressure of H,O,, at equilibrium = (pu,0), 
partial pressure of CO,,, at equilibrium = (pco,), 
partial pressure of H,,,) at equilibrium (pu.)e 


The equilibrium constant K, is expressed as follows: 


(co). . (PH:0)¢ 
*~ (pco,).. (pit)e 


The total pressure is equal to the sum of the partial pressures, thus 


Pp = (pco), +(pH.0). + (pco). + (pH). 


If the piston in the cylinder is pushed down so that the volume is 
halved, then at least at that instant the total pressure is doubled, so 
that the new pressure is at that instant, 


p = 2p 
This means that the new partial pressures at that instant must 
also be double the previous equilibrium values. 
If p'co = instantaneous partial pressure of CO 
etc. 
then 
P'co == 2(p co). 
Pizo = 2(px,0), 
D cope) 2) co, ), 
p's, = 2(p x, ip 


The important question is, will this system still be at equilibrium or 
will changes have to take place in the system to bring about an 
equilibrium state. To answer this question, let us calculate the value 
of the equilibrium expression for the new set of conditions, ie.: 


/ / 
Pp CO: P H,0 
7 7 
Pp co, ) Pp Hi; 


Substituting the pressure values, we obtain: 


D'co. P'u,0 fa 2(Pco)e . 2(p H,0 Je 
Doolin we a2()co,)75 21) u,) 
_ co). .(PH,0)e 


(D co, )e. (Pu, )e 
— |e. 
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i.e. the system is still at equilibrium despite the doubling of the 
total pressure and each of the partial pressures. 

You may care to argue to the conclusion that under the circum-— 
stances outlined, the pressure increase did not lead to reaction. 
(Hint! Remember pV = nRT, and any reaction would involve 
changes in n.) 

The important point in the equilibrium 


COq + H,0@ = COr@® + Hr@ 
is that the number of gaseous products is equal to the number of 
moles of gaseous reactants. Such equilibria are not affected by 
changes in the total pressure of the system. 
Let us now look at a case where this is not so. 
Assume that the equilibrium system: 


Now + 3H2@ = 2NH3q) 


is set up in a cylinder fitted with a piston. At equilibrium, the total 
pressure of the gases in the cylinder is pNm~? (pascal). Let the 
equilibrium partial pressures be: 


partial pressure of N,,,) at equilibrium = (py,), 
partial pressure of H,,, at equilibrium = (pu,), 
partial pressure of NH,,,) at equilibrium = (pyu, ), 


The equilibrium constant K, is expressed: 


as {(p NH, in 
Tox). (ws 


The total pressure in the cylinder is equal to the sum of the 
partial pressures 
Pp —s (Dn, Je a (Du, )e a (D nu, )e 
If the piston in the cylinder is pushed down until the volume of 


the gases is halved, then at the instant of compression, at least, 
the new pressure p’, is twice the value of the original pressure p, i.e. 


p’ = 2p 


The new individual partial pressures of the gases in the cylinder 
will be, at the instant of compression, 


p ‘N, 2(p N, iy. 


P’u, = 2(Pu,)¢ 
p’ NH, = 2(p NH, Je 


I 


oe 


The ratio 


{P’nu, }? 
(P'y,} . {p'n,}° 
{2(p NH, Jo}? 
{2(p ne} : {2(p He} 


At(p NH, Je}? 
2{(Pn,e} : 8{(p H, Je} 
K 


I 


it 


4 “™p 


This means that the system is no longer at equilibrium and that 
some overall reaction must occur to bring about the new equil- 
ibrium state. i 





| 4NH3 molecules, 33% NH; I! 6 NHz molecules, 60% NH, 


Figure 12. Effect of increasing the total pressure on the equilibrium system 
N29) + 3H(g) = 2NH yg) 

Vessel I (under a pressure of 100 atmospheres and at a temperature of 700 K) 
contains four NH, molecules, five H, molecules and three N, molecules—a 
total of twelve molecules. 

Vessel II (under a pressure of 400 atmospheres and at a temperature of 700 K) 
contains six..NH, molecules, two H, molecules and two N, molecules—a total 
of ten molecules. 

The total number of molecules has decreased while the number of NH, 

molecules has increased. 
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Since gins is less than K,, 

the reaction which takes place to restore equilibrium must increase 
the partial pressure of NH, and decrease the partial pressures of N, 
and H,. This means that the equilibrium must shift to the right. 


In general, an increase in the total pressure of an_equilibrium — 
system containing gaseous components will shift_the_ equilibrium 
towards the side which has the lesser number of gaseous molecules 
appearing on it. 7. 


Some examples of this rule for predicting the effect of pressure 
increases on chemical equilibria, are given below. 


CO, + Or = CQO Equilibrium shifts to right’ 

PC <(4) = PCl3 (4) Cl Equilibrium shifts to left “ 
2NO,) + 2Hog = 2H20@ + Naw Equilibrium shifts to right 
2H,S,,) + CHay= 4H2q) + CS2@ Equilibrium shifts to left © 


Before leaving the general question of the effect of concentration 
changes on chemical equilibria, we should return to the equil- 
ibrium 

CaCO3,., = CaO, + COr,y) 


The equilibrium constant for this system 1s 


x, _ [€0r]..[Ca0], 

: [ CaCO, |, 

If we were to set up a reaction vessel containing these three 
substances and allow equilibrium to become established, then the 
expression given for K, implies that the addition to the system of 
more CaO,,) will cause the equilibrium to shift to the left. 

Experimentally, however, it is found that the addition of CaO, 
does not affect the equilibrium. The same result is found if the 
amount of CaCO,,,) is increased. But an increase in the concentra— 
tion of CO,,, does upset the equilibrium system and a new 
equilibrium position is reached by the reverse reaction 


oa CaO... + CO. = CaCO, 
The equilibrium shifts to the right, 
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CaC aO 


Figure 13. 


These effects are shown diagrammatically in figure 13. 


The concentration of a pure solid in itself is a constant, and is not 
changed by the chemical reaction or by addition or removal of the 
solid. 


Neither the amount of CaCO, nor that of CaO affects the 
equilibrium pressure of CO,, so long as some of each solid is 


present. 
The concentration of a solid is equal to the density defined 


in mole per litre (mol /~ 4). 
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We can calculate the concentration of CaO in pure 
CaO, as follows: 
density of CaO, = 3.3 g ml” : 
i.e. 1 ml CaO weighs 3.3 g 
1000 ml (1 litre) CaO = 3300 g 
formula weight of CaO = 56.1 
i.e. 1 mole of CaO weighs 56.1 g 
3300 ‘chs 3300 
56.1 mole of CaO weighs g 
ie. 58.8 mole of CaO weighs 3300 g 
then 58.8 mole of CaO has a volume of 1 litre. 
The concentration of CaO in pure Ca0(s) is 58.8 mol /~ 
therefore [CaO] is a constant at a given temperature. 


For the equilibrium 


CaCO5 n= Ci0G COG) 


aeticao (coun 
ea Caco: |: 


and this can be written as 


_ [a constant].[CO,], 


a [another constant] 
= A[CO,], 
where A = ratio of the constants 
t K,, re [CO,], 
where K,, = oe 


and K.,, is simply a new constant which incorporates the concentra— 
tions of CaO,,. and CaCO,,,, and can be used in exactly the same 
way as K.,, bearing in mind the difference in numerical value due to 
the slightly different definition. Note that it is the constancy of K,, 
rather than its actual numerical value which interests us here. 

We can relate the lack of effect of additions of CaO,,. and 
CaCO,,,. on this equilibrium to the statement made on page 3, 
HAMEL oe it is the increase in concentration of the products 
which gives rise to the equilibrium state.” 

Here, although addition of pure CaO,,) does increase the amount 


of CaO,,) in the system, it does not increase its concentration, and so 
the equilibrium is unaffected. 
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The same statement can be applied to CaCO,,,. by writing the 
equilibrium as 
CaO) + CO.” = CaCOs,,) 


As a generalization, for any equilibrium involving pure solids or 
pure liquids, the equilibrium constant expression is set up by 
neglecting the presence of the pure components. 

This rule does not apply when solutions are formed, since by 
definition, solutions are not pure. 


If CaO dissolved in CaCO, to form a solid solution, the above 
argument would not hold. Such solid solutions do form, e.g. silver and 
gold form a range of solid solutions, but they are not as common as 
liquid solutions. This possibility is usually neglected in simple treat- 
ments of chemical equilibrium. 


Exercises ; 
9 Predict the effect of increasing the pressure on the following 
equilibria: _. 
(i) H20;7) = H20¢@) 
(ii) 2NOg) + Oag) = 2NO2(q) 
(iii) CaCOxs) = CaO;s) + COx,g) 


(iv) UOz, + 3C;,. = UC, + 2COv, 


10 Predict the effect of decreasing the pressure on the following 


equilibria: 
(i) COxs) = CO2/g) 
(ii) N204(4) — 2NO2¢g) 
(iii) FeO,,, + Hag) = Fer + H20¢q) 


(iv) methyl acetate;,,) + water = methyl alcohol (aq) 
+ acetic acid (aq) 
(v) O2Vaq) = Orig) 


Effect of Temperature Changes on Equilibrium 


In previous discussions on the equilibrium constant, it has been 
stressed that the value of K, is dependent on temperature. 
Consider the equilibrium mixture which arises when phosphorus 
pentachloride gas, PCl,,,) is maintained at 523 K. Some PCl,,. 
decomposes, yielding phosphorus trichloride gas, PCl3,,) and 
chlorine gas Cl,,,. The equilibrium system can be represented as 


PC1 5,4) = PCl3() + Clay 
3 


Problem 
What happens if the temperature is raised to 623 K? 
(i) Would more PCl«5;g) decompose? 
PClsjg) = PClag) + Clary 
OR 
(ii) Would some PClaig) combine with Cla/g) to give PCleg) ? 
PCla(q) + Clog) = PClsva) 
OR 
(iii) Would the equilibrium state remain unchanged ? 


Solution 


The reaction which absorbs heat is the reaction which will be 
observed to occur when the temperature is raised. 
When one mole of PCl«,g) dissociates at 523 K according to the 
reaction 
PCleig) = PClaig) + Clava 
then 118 kJ of heat are absorbed by the system. That is, ABD = 
+118 kJ mol -' This reaction is endothermic. 
When PCl4g) reacts with Clog) at 523K to form PCls(9). 
according to the reaction 
PClag) + Clary = PCls¢q) 
then, for each mole of PCls;g) produced, 118 kJ of heat are 
released by the system. That is, AH = —118 kJ mol = Ts 
reaction is exothermic. 
If, for the equilibrium:system, » 
PCl, = PCl3g) + Cla) 
the temperature is changed, some net reaction must occur in 
order for the system to reach equilibrium at the new temperature. 
Increase in the temperature would cause the equilibrium to 
shift to the right. 


In general terms, for the equilibrium, 
aia A+B=C+D 
e if A + B —-C + D is an endothermic reaction (AH is 
positive) the equilibrium will shift to the right when the 
temperature is increased. 
@ ifA + B—C + Disan exothermic reaction (AH is negative) ° 


the equilibrium will shift to the left when the temperature is 
increased. 


These rules are based on an equation which can be derived by 
thermodynamic reasoning: 
—AH 1 


rR Tt A 


log K, = 
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where K, is the equilibrium constant; 
AH is the enthalpy change for the forward reaction; 
T is the temperature in degrees K; 
R is the universal gas constant; 
A is a constant for the particular reaction. 
For a particular system 


log K, = (some constant) - - A 


This is of the form y = mx + c which 1s a straight line with a 
slope or gradient of m, and an intercept on the y axis of c. If we 


plot log K, against a a straight line should be obtained. 
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Figure 14. Graph of log K,. against 1/T for the equilibrium reaction 
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1 
Figures 14 and 15 show the relationship between log K, and T 


for equilibria in which the forward reactions are endothermic and 
exothermic, respectively. 
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Figure 15. Graph of log K,. against 1/T for the equilibrium reaction 
C02) + Hag) = CO@) + H,0q) NA == = Sok. 


Let us look at two equilibria: 


K, = 76 at 273 K 
K, = 8.8 at 298K 


The forward reaction is exothermic, K, decreases in value as 
the temperature increases and equilibrium shifts to the left. 
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Nog + Or) = 2NOw AH = +182 kJ 
K, = 41 x 107* at 2000 K 
K. = 36 x 10-4 at 2500 K 


The forward reaction is endothermic, K, increases in value as 
the temperature increases and equilibrium shifts to the right. 











Figure 16. The gas in each of the sealed glass bulbs is nitrogen dioxide- 
dinitrogen tetroxide (NO,/N,0,). Bulb I is standing in water at 273 K. 
Bulb II is standing in water at 298 K. Bulb III is standing in water at 368 K. 


The effect of temperature changes on the equilibrium 
N04) — 2NO 7G) 
(colourless) (red-brown) 
is shown in. the three bulbs. 


Analysis of the gas in bulb I 
shows that most of the molecules 
have the formula N,O,. The 
small concentration of NO, 
present is indicated by the 

light colouration. Bulb | 


Analysis of the gas in bulb II 
shows that there is a mixture of 
the two compounds NO, and 
NO, leading to a colour 
intermediate to that in bulb I 
and bulb III. 


Analysis of the gas in bulb III 
shows that most of the 
molecules have the formula 
NO.,. This large concentration 
of NO, is indicated by the 
reddish-brown colouration. Bulb III 


273K 





298 K 





373 K 
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Exercises 


11 Predict the effect of increasing the temperature on the follow- 
ing, given that the AH values quoted are for the forward 
reaction of the equilibrium statement. 

(1) COx9) -|- H 9/9) = CO) + H50vg) at 598 K 
AH (forward) = +40.6 kJ at 598 K 
(ii) C2Haig) Sis H (9) = C2H6 ig) at 298 K 
AH (forward) = —87.9 kJ at 298 K 
(iii) CaCOzs) = CaQys) + COag) at1273K 
AH (forward) = +173.7 kJ at 1273 K 


12 The standard enthalpy of formation of NH,z is —46.0 kJ 
mol -' at 298 K. What would be the effect of increasing the 
temperature, on the equilibrium at 298 K 

2NH3/g) = Nag + SHaiq) 


13 A manufacturer of sulphuric acid burns sulphur in air to form 
SO,, then oxidizes this catalytically to SO3, which is then 
converted to sulphuric acid. The catalytic plant normally 
operates at 773 K. How should he change the temperature 
if he wishes to increase the yield of SO; in the catalytic 
oxidation step ? Comment on your answer. 


Le Chatelier’s Principle 


In the previous pages, the effects of taking a system at equilibrium 
under a given set of conditions, and then changing these conditions, 
were discussed in terms of thermodynamically based expressions 
which define and describe the behaviour of the equilibrium constant. 

There is, however, a more qualitative approach to this matter, 
which is based on a rule first proposed by a French chemist, Henri 
Le Chatelier in 1884, and now known as Le Chatelier’s Principle. 
We can state this principle in the following way: 


If an equilibrium system exists under a certain set of conditions 
and this set of conditions is changed, then the system will move 
to a new equilibrium state, this move being such as to counteract 
as far as possible the change in conditions. 


We can illustrate the use of this principle with the examples 
discussed previously. 
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Figure 17. Henri Louis Le Chatelier 
(1850-1936). 

Le Chatelier worked for some years as a 
mining engineer and lectured at the 
Institute of Mines in Paris, the city of his 
birth. He later accepted the position as 
Professor of Chemistry at the University 
of Paris. He was an energetic experi- 
menter and became interested in the 
relationship of science to industry, particu- 
larly how to get the maximum yield from 
a chemical reaction. His research in this 
field led to his enunciation in 1884 of what 
has become known as ‘Le Chatelier’s 
Principle’. This principle has many 
applications in the chemical industry 
particularly in high-pressure gas reactions. 





Effect of Concentration Changes on Equilibrium 


Suppose the one litre vessel at 1223 K contains the following 
mixture of gases: 

1 mol I" * of CO,,,) 

1 mol 1~* of Hy, 

1 mol! * of CO, 

1 mol !~* of H,O, 


As we have seen, the contents of this vessel in the equilibrium 
state are represented by: 


CO.@ + Hag = CO@ + H,0@ 


Again we ask the question, ‘What would happen if we added 0.1 
mole of CO, to the equilibrium mixture?’ 


Le Chatelier’s Principle predicts that the addition of further 
CO,,) will cause the system to change in such a way as to reduce the 
effect of the addition of CO,,). 

Clearly then the move to the new equilibrium state must take 
place in terms of the reverse reaction of the equilibrium as written, 
since this will use up some of the excess CO,,. This prediction, 
based on Le Chatelier’s Principle, is in accordance with the 
calculations based on the equilibrium law. 
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Effect of Pressure Changes on Equilibrium 


(i) What would be the effect of increasing the total pressure, on 


the equilibrium 
CO + Hig= CO@ + H20® 


‘f all other conditions were kept constant? (The volume, of course 
must change to give the pressure change.) 

We see from the stoichiometry of the chemical reactions repre- 
sented by this equilibrium that there is no move that the system 
could make to offset the effect of the increase in pressure. This is 
because, for every mole of gaseous reactant used up by the forward 
reaction, a mole of gaseous reactant would form? The same state— 
ment applies to the reverse reaction. For this system therefore, Le 
Chatelier’s Principle predicts no change in the equilibrium state 
if the total pressure is changed. This is what was predicted quan— 
titatively in our consideration of the equilibrium constant, and is 
confirmed experimentally. 

(ii) What would be the effect of increasing the total pressure, on 
the equilibrium 

Now + 3H = 2NH3q) 


if all other conditions were kept constant? (Again the volume would 
change to bring about the pressure change.) 

Clearly, in this case, the effect of increasing the pressure would 
be counteracted by the forward reaction taking place, since for 
every four moles of gaseous reactants used up, only two moles of 
gaseous products will be formed. Since the pressure of a gas in a 
given volume at constant temperature depends on the number of 
moles of gas present, the decrease in the number of moles of gas 
present in the vessel will decrease the pressure. 

Le Chatelier’s Principle predicts that increasing the total 
pressure of this system will cause the forward reaction to occur 
until the appropriate new equilibrium state is attained. 

We might note here that for reactions which do not involve 
gaseous reactants or products, e.g. reactions in solution, changes_in 
pressure.do_not.materiglly effect_the equilibrium.state..since.volume 
changes accompanying such reactions are usually negligible. 


Effect of Temperature Changes on Equilibrium 


What would be the effect of increasing the temperature on the 
equilibrium of the following reaction: 
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The reaction 
PCI 5(g) = PCl3q) + Clr 


is endothermic, therefore by Le Chatelier’s Principle a temperature 
increase would lead to the forward reaction taking place. The new 
equilibrium state would contain more PCl,,,) and Cl,,,) than the 
original equilibrium state. The equilibrium will be shifted to the 
right. 





The above photograph shows a series of steps for the reaction of sodium 
arsenate solution, Na,ASO4(qq), with potassium iodide solution, KI(qq. The 
equation for the equilibrium system is 


ASO jag + 20 cq) + 2Bjaq) = ASO3 (aq) + Lo(aq) + Hp 
In this system the coloured species is free iodine I,. 


Beaker I. The above reaction mixture is made alkaline by the addition of 
hydroxyl ions, OHfgq) This causes the equilibrium state to shift to the left and 
the resulting mixture is colourless. 

Beaker II. The reaction mixture in beaker I has been made 0.01 M with respect 
to hydrochloric acid—the equilibrium has shifted slightly to the right. 
Beaker III. The reaction mixture has been made 0.02 M with respect to 
HCl the equilibrium has shifted further to the right. 

Beaker IV. The reaction mixture has been made 0.05 M with respect to HCI— 
the colour has increased because the concentration of iodine present in the 
equilibrium state is higher than in previous beakers. 

Beaker V. The reaction mixture has been made 0.1 M with respect to HCI 
—the increase in concentration of Hjaq) ions has caused the equilibrium state 
to shift to the right with increase in concentration of free iodine, leading to a 
more intense colour. 


NOTE.—AII solutions were allowed to stand overnight so that the equilibrium 
state should be reached. 
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(b) Potassium iodide solution, KI (qq), is added 
to the system. The potassium iodide is almost 
entirely present in the water layer. 


(c) Some of the iodine in the CCl, layer 
transfers to the upper aqueous layer because 
of the equilibrium 


KI aq) .3 T4(aq) = KI 3¢aq) 


The iodine, originally in the water layer 
and in equilibrium with iodine in the CCl, 
layer, reacts with KI to form the water 
soluble potassium tri-iodide, KI,. This re- 
duces the concentration of iodine in the upper 
layer and iodine transfers from the lower 
layer to establish equilibrium. The brown 


colour in the upper layer is potassium tri- 
iodide. 


(a) The beaker contains carbon 
tetrachloride (CCl,), water and 
iodine. Since CCl, is immiscible 
and denser than water it forms 
the lower layer. Iodine is not 
very soluble in water but soluble 
in CCl,. The purple colour of 
the lower layer (CCl) is due to 
the presence of the iodine. The 
concentration of iodine in the 
upper layer (H,O) is small and 
is in equilibrium with the con- 
centration of the iodine in the 
lower layer (CCI,). 


Tnec1) = 12,0) 








Theories of Chemical Equilibrium 


So far, we have considered equilibrium from a purely descriptive 
point of view, i.e. equilibrium states exist, so how can they be 
(quantitatively) described and what changes occur when the 
conditions of the system are altered? 

We shall now go on to consider the question: 


What theories have been developed to account for, or explain, 
chemical equilibrium? 
There are two approaches in answering this question: 


the kinetic (or rate) approach; 
the thermodynamic (or energy) approach. 


The Kinetic (or Rate) Theory of Chemical Equilibrium 


An example of a chemical system in a state of equilibrium is: 
COx@ + Hr@ = CO@ + H.0@ 
This symbolic statement can be translated as: 


‘this system consists of a mixture of CO,,,, H»/,) and CO,,), H,0,) 
in such concentrations that an equilibrium state exists’. 


As we have seen from the discussion of equilibrium constant, 
there are a large number of sets of such concentrations leading to. 
a large number of such equilibrium states. But, irrespective of the 
set of concentrations chosen, the value of the expression 


[CO], .[H,0]. 
[CO,].. [Ha]. 


will be constant at a particular temperature. 

Furthermore, such equilibria are dynamic in nature, This 
means that although there is no observable overall change in the 
system as time passes, in fact, both the forward and reverse reactions 
are taking place at all times. 
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The equilibrium state arises because at the concentrations 
corresponding to equilibria, the rates of the forward and reverse 
reactions are equal. 


Now it is not our purpose here to discuss in detail the question of 
chemical reaction rates, but it is possible to get an idea of how 
concentrations of reactants are likely to affect the rate at which a 
reaction proceeds. 

The forward reaction of the previous equilibrium is 


COx® + Hag = COm + H20@) 


For this reaction to occur it is necessary for carbon dioxide and 
hydrogen molecules to collide. The number of such collisions per 
unit time is a function of the concentrations of CO,,,. and H,,) 
molecules. 

Let this function be: 


f,([CO2] . [H2]) 


The rate of this reaction will be proportional to the number of 
collisions per unit time. 
Rate of forward reaction R,: 


R, o f([CO,] . [H,]) 
Eliminating the proportionality sign by introducing a propor— 
tionality constant ; an expression for the rate of the forward reaction 
of the equilibrium is 


R; ar k,f([CO,] : [H,] 
Similarly, an expression for the rate of the reverse reaction of the 
equilibrium is 
R, = k, f,((CO] . [H,0]) 


At equilibrium these two rates are equal, and the concentrations 
are equilibrium values, therefore 


Kk, f(LCO2]. . [H2].) = k, A([CO]. . [H,0].) 
Rearranging, we obtain 


f,([CO}], : [H,O].) poh k; 
f,(LCO,].. [H2].) ~ k, 





The ratio of two constants Kt is also a constant. 
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We call nL the equilibrium constant K, for the equilibrium 
CO2x@ + Hog = CO + H,0,) 


Note that we are unable, on the basis of this theoretical argument, 
to give any further information on the nature of the functions f, 
and f,. The exact relationship must be determined by experiment. 
Also, the discussion above is in no way to be regarded as a ‘deriva— 
tion’ of the equilibrium law, since we do not in fact know that the 
rate of either reaction is a function only of the concentrations of the 
reactants, we have merely guessed that this may be so. 

We should regard the kinetic theory of chemical equilibrium as 
a strictly qualitative idea, which is helpful in emphasizing the 
dynamic nature of equilibrium. It also shows how the equilibrium 
state can arise by the gradual decrease in the rate of the forward 
reaction as the concentrations of its reactants fall, and the gradual 
increase in the rate of the reverse reaction as the concentrations of 
its reactants rise. 


The Thermodynamic (or Energy) Theory of Chemical 
Equilibrium 


Now let us turn our attention to the thermodynamic theory of 
chemical equilibrium. We can begin by considering a purely 
mechanical system, and seeing what distinguishes an equilibrium 
state in such a system. 

A one metre length of pipe is threaded at both ends so that caps 
may be screwed on to the ends. Let a thin piston be placed in this 


Spring A 


a 100 cm gee wibag ihr wy, amtee 





Figure 18. A model which can be used to study the equilibrium state in a 
mechanical system 
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pipe, say 70 cm from the left hand end, as shown in figure 18, and 
held in this position by some device. 

Now take two springs, one (A) with a free length of 75 cm, and 
the other (B) with a free length of 38 cm and place them in the 
tube as shown in the diagram, holding them under compression by 
the two caps. 

Let us assume that any outside condition which might interfere 
with this system is kept constant, so that its effect will also remain a 
constant. 

Give some thought to what would happen if the device holding 
the piston in position were removed. There are three possibilities 
as follows: 

e if the force exerted by spring A is greater than that exerted by 
B in the opposite direction, then the piston will move to the 
right; 

e if the force exerted by spring A is less than that exerted by B 
in the opposite direction, then the piston will move to the 
left ; 

e@ the forces exerted by the springs are exactly equal in magnitude 
but opposite in direction so that they cancel each other and 
there is no resultant force acting on the piston. The system is 
then at equilibrium. 

The system moves in such a way as to make the resultant of all 
of the forces acting equal to zero, and when this occurs the system 
is at equilibrium. 

These considerations are all very well for the system of springs 
and pipes, but can they be applied to chemical systems? What is 
the chemical equivalent to a mechanical force? As a matter of fact, 
this last question is a fairly difficult one to answer in this form, 
but by introducing the idea of energy much of the difficulty dis— 
appears. 

When a force, f, moves its point of application through a distance, 
s, work is done, the amount of work being 

VW oasis 


The energy of a system is its capacity to do work, so that if 
work is done on a system, its energy is increased (since energy _ 
cannot be created or destroyed) and if work is done by a system 
its energy is diminished. ©. Se Ae ae 
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It can be shown (using the formula which relates the degree of 
compression of a spring with the energy stored by it) that when the 
spring system of figure 18 is at equilibrium, the combined energy 
stored up in the two springs is at a minimum. At all other positions 
of the piston the stored energy of the system is greater. 

We may say that simple mechanical systems are at equilibrium 
when their stored energy is minimized. 

Now the question is, ‘Are chemical systems at equilibrium when 
the energy stored in the components is at a minimum?’ 

Clearly this cannot be so, since if it were, chemical equilibrium 
would not be possible. If the energy of the products were lower 
than the energy of the reactants (as is the case for exothermic 
reactions), the reaction would simply go to completion and only 
products would be present in the final state. The opposite would be 
the case for endothermic reactions, i.e. those whose reactants 
possess less energy than that possessed by the products. Endo- 
thermic reactions would just not take place spontaneously if the 
minimum energy criterion applied to chemical systems. As they 
certainly do take place in practice, the criterion cannot apply. 

In order to discuss a quantity which does seem to be of use in 
predicting equilibrium in chemical systems, we must look briefly at 
the idea of randomness. 


e@ Randomness means lack of order. 
e@ Systems tend toward states of increasing randomness. 


You can verify this for yourselves by giving your little brother 
(aged 3 years) your stamp collection to play with. The resulting 
randomness will soon convince the hardiest doubter. The random- 
ness produced in your stamp collection will be ‘positional random- 
ness’ due to the lack of order in the arrangement of the stamps in 
space. It is found that chemical systems also move towards a state of 
maximum randomness, but the term here refers to the random dis-— 
tribution of the molecules of the system among the available 
energy levels, and this includes a certain amount of positional 
randomness. 

The measure of the randomness of a chemical system is called 
entropy and is usually given the symbol S. A change in entropy, 
i.e. a change in randomness, is given the symbol AS. The enthalpy 
change which accompanies a chemical reaction is given the symbol 
AH. Entropy change, AS, and enthalpy change, AH, are discussed 
more fully in the NSCM Booklet C8 Energy in Chemical Reactions. 
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If for a particular reaction, AS has a positive value, there is an 
increase in the randomness of the system as a result of the reaction 


taking place. 
For the reaction 
CaCO 3,.) = CaO,,) + CO 2) 


AS has the value +93 J K~?* at 298 K. 

The positive value of AS reflects the increase in randomness in 
going from the ordered solid CaCO; to the ordered solid CaO 
plus the disordered gas CO). In other words, when AS has a positive 
value, the entropy (or randomness) of the products is greater than 
that of the reactants. 


One of the fundamental driving forces of a chemical reaction 
is the tendency to achieve a state of maximum entropy, i.e., 
maximum randomness. 


There is a property which relates enthalpy and entropy and 
predicts whether a reaction will be spontaneous at a given tempera— 
ture. It has been found experimentally that chemical systems move 
toward an equilibrium state which is characterised by the min- 
imization of a property called the free energy. The famous American 
physicist, J. W. Gibbs (1839-1903) suggested this property of free 


Figure 19. Josiah Willard Gibbs 
(1839-1903). 

The importance of this great American 
scientist lies in his comprehensive 
application of mathematics to chemical 
subjects. He held the position of 
Professor of Mathematical Physics at 
Yale University from 1871 till his death 
in 1903. Gibbs was not considered a 
good teacher and few students could 
understand his work. His reputation 
rested almost wholly on his written 
works. These works were mainly 
theoretical treatises on  thermo- 
dynamics, a branch of science con- 
cerned primarily with the energy 
transfer between a system and _ its 

surroundings. 





energy and it is usually called the Gibbs free energy, G. A change in 
the free energy is given by the symbol AG. 

By definition, the change in free energy for a chemical system is 
given by the equation: 


AG = AH — T.AS 


where T is the temperature in K. 


The change in free energy AG represents a combination of the 
change in enthalpy, AH, and the change in randomness, AS. 
The entropy change, AS, is multiplied by the temperature T so 
that T.AS, AG and AH all ‘have units of joule per mole (J mol~'). 


By calculating AG for a given reaction, it is possible to predict 
whether a reaction will take place. 


For a particular reaction: 
@ if the change 1 in free energy, AG, Has a negative value, then the 
reaction is spontaneous; 
@ if the change in free energy, AG, has a positive value, then the 
reaction is not spontaneous; 
@ if the change in free energy, AG, is zero then the reaction is at 
equilibrium. 


When AG = 0 the free energy of the products equals the free 
energy of the reactants and the chemical system is in a state of 
minimum free energy. 

The equilibrium state of a chemical system is the state of mini- 
mum free energy. 


A mixture of H,,. and I,,,) will react at a given temperature, 
because the free energy of the system is not at a minimum value. 
Equilibrium is reached when the free energy of the HI, formed 
equals the sum of the free energies of the H,,,) and I,,,. 


Very early in this booklet the simple phase change of liquid water 
to water vapour was discussed. 


H,0% Fi H,0@) 


If the above reaction is kept at a pressure of one atmosphere: 
the enthalpy change AH = 44.387 kJ mol7 ! 
= 44387 J mol™! 
the entropy change AS = 119 J mol”! K™?. 
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The free energy change AG is given by: 
AG = AH — T.AS 


»® When T = 300 K (approximately room temperature) 
AG = (44 387 — 300 x 119) J mol™* 
= 8687 J mol™* 

Since AG is positive, the forward reaction, namely liquid 
water into water vapour, is not spontaneous. Our own ex- 
perience tells us this as this temperature is below the boiling 
point of water at 1 atmosphere pressure, 373 K. 


@ When T = 500K 
AG = (44 387 — 500 x 119) J mol™* 
= —15 113'J moly- 

AG is negative so the forward reaction, namely liquid water 
to water vapour, is spontaneous. Since this temperature is well 
above the boiling point of water at 1 atmosphere pressure, we 
would expect this reaction to be spontaneous at 500 K. 


@ When T = 373 K 
AG = (44 387 — 373 x 119) J mol™? 
=a! 
Since AG is zero, we would expect liquid water and water 
vapour, at 1 atmosphere pressure, to be in equilibrium with 
each other when T = 373 K. This we know to be the case, as 
this temperature is the normal boiling point of water. 

The ideas expressed in this section are usually developed after a 
thorough treatment of formal thermodynamics, which is beyond 
the scope of this booklet. However, by thinking carefully about the 
ideas outlined, you will see the principle of the thermodynamic or 
energy approach to the problem of chemical equilibrium. 


I 


Some Special Cases of Equilibrium 
Constants 


Sometimes, for historical reasons, certain types of equilibrium 
systems associated with equilibrium constants are given special 


names, making them difficult to recognize as having-a place in 
general equilibrium theory. 
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The Solubility Product K,, 


Consider the equilibrium between a sparingly soluble salt, e.g. 
silver chloride, and its saturated solution. It is found experimentally 
that silver chloride in an aqueous solution consists of hydrated 
silver ions, Ag(;,) and hydrated chloride ions Cl a4). 

We can, therefore, write the equilibrium as 


AgCl, = Ag(aq + Cla 


(aq) 


and the equilibrium expression as: 


K. = LAB aade - [Neale 
‘ [AgCl, |. 
Since silver chloride, AgCl,, is a pure solid, the equilibrium 
concentration of silver chloride, [ AgCl,, |,, is a constant at constant 
temperature. ‘ 
We can simplify the above expression by defining a new constant 


K,,, where: 
K,, = Ke [AgCl. le 


This equilibrium constant is a product of ion concentrations and 
for these reactions, is often called the ion product constant, or 
simply the solubility product at a particular temperature. 

Let us return to the equilibrium between silver chloride and its 
saturated solution. Because of the small amount of silver chloride 
dissolved in the aqueous solution it is very difficult to directly 
measure the solubility of silver chloride in water. The small 
quantities of dissolved ions, Ag?,, and Cl;,, may be measured in 
electrochemical cells. Calculations from the voltages measured, 
give the solubility product, K,,. 


Problem 

Given that the solubility product-for_silver_chloride in.an- 
aqueous solution at 298 K is 2.7/9 x 10 “'°, calculate the 
solubility of AgCl in pure water. 


Solution 
K sp = [AG/aq) le : [Claq)le 
= 2.79 x 10 '° at 298 K 
where the concentration unit is mol L 
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At equilibrium ~ 
AgClis) = AG (aq) a ie Cliaq) 
For each mole of silver ion Ag sq) in solution, there is one mole of 
chloride ion, Clyaq) in solution, i.e. 

[Ag fagle = [Clraale 

so [Agijl- =279 x 10. 

[AG (rq) = 1.67 x 105 anole. 
The concentration of silver ion present when equilibrium is 
established between the solution and excess undissolved silver 


chloride is 1.67 x 1075 mol/~'. 
This figure is also the maximum number of moles of silver 


chloride, AgCl/s) , that dissolve in one litre of pure water. 
Therefore the solubility of AgCls) in pure water at 298 K is 


1.67 >© 10 — mol/ =. 


The solubility product is sometimes useful in making predictions 
as to whether or not a precipitate will form when solutions of 


ionic substances are mixed. 


Problem 
Will barium sulphate precipitate if 20 ml of 0.01 M aqueous 
BaCl. solution are added to 80 ml of 0.001 M H.SO, at 298 K? 


Solution 
The solubility product of BaSO, is 
Ksp a [BazalensOsaale 


=1x10 '° at 298 K 
total volume = 100 ml of solution 
1000 ml 0.01 M BaCl, = 0.01 mol BaCl, 








1 mi 0.01 M BaCl, = Or mol 
20 mi 0.01 M BaCl, = Park x 20 mol 
= 0.0002 mol 
To calculate molarity of Ba7z,) in the solution at the instant of 
mixing. 
100 ml solution = 0.002 mol BaCl, 
0.0002 
1 ml solution = 700 mol BaCl. 
: 0.0002 
1 — 
000 ml solution 700. * 1000 
= 0.002 mol 


=2 x 10° mol 
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. solution is 2 x 10~° molar with respect to Ba7z, at 
the instant of mixing. 


By similar reasoning, the concentration of SOZ7,,) ions at the 
instant of mixing is found to be 8 x 10 ~* molar. 
The product of the ionic concentrations at the instant of mixing 
is 

[Baveq)). [SOa/aq] = (2 x 107%) x (8 x 1074) 
Gel 0k° 


but for equilibrium 
[Bavsqle -[SOZjgle = 1 x 10 71° 


Since 1.6 x 10° is greater than1 x 10~'°, some BaSO, 
will precipitate, so that the product of the ionic concentrations 
will fall to the equilibrium value, i.e. the equilibrium constant or 
‘solubility product’ for the temperature of the system. 


Although the method outlined above seems a simple and con- 
venient way of determining whether or not precipitation will take 
place in an electrolyte system, it must be used with a great deal of 
circumspection. One of the troubles which can arise in the use of 
solubility product is that other equilibria often arise which upset 
predictions. For example, although in the above example it would 
seem that the more concentrated the sulphuric acid solution the 
more complete would be the precipitiation of the Baia ions, this 
is not so. In fact, barium sulphate itself dissolves in concentrated 
sulphuric acid solution, to yield barium bisulphate, and so a second 
equilibrium should be taken into account. 


2BaSO, + H,SO, = 2BaHSO, 


As more research is carried out into ionic equilibria, it is found 
that such complications as competing equilibria frequently arise, 
and the applicability of the solubility product concept is much 
reduced. 

Another trouble in the application of solubility product arises 
from the fact that the experimental measurements are made on 
very dilute solutions, e.g. the solution saturated with BaSO, at 
298 K is very dilute indeed, in fact 1 x 10~° molar. When other 
ionic species are added to such dilute solutions, deviations from 
the equilibrium law take place. This is particularly the case where 
there are multivalent ions present. 


ay) 


Exercises 


14 Calculate the solubility product, K;, , at 298 K for each of the 
salts whose solubility in water is listed below. 
(i) AgBr 7.2 x 10~7 mol /~' at 298 K 
(ii) CaSO, 5.0 x 10>? mol /~' at 298 K 
(iii) CaF, 3.5 x 10-* mol /~' at 298 K yi 
[Ans.: (i) 5.2 xX 100 bee pe 10° oD di ex IO ] 


15 Consider the following slightly soluble salts. 


Salt K., at 298K 
ZnS A5 x10 7" 
PbSO, 18°% 10 
Ag| BA 10717 


(i) Which of the above salts is the most soluble? Which is 
the least soluble ? 
(ii) Calculate the solubility in mol /~* of Agl. 
(iii) How many grams of Agl will dissolve in one litre of 


water? 
[Ans.: (ii) 9.2 x 1072 mol/ 3 (il) 216 » 10 pete 


The lonic Product of Water K,, 


As a second example of special equilibria, consider pure water. 
It has been found experimentally that no matter how much water is 
subjected to purification processes, it always possesses a small 
residual electrical conductivity. This has been explained by assum— 
ing that some of the water molecules dissociate into hydronium 
ions, H,O* and hydroxide ions, OH ; both ions are hydrated. 

In pure water there is an equilibrium set up between water 
molecules, hydronium ions and hydroxide ions. The equation for 
the self-dissociation of water is: 

H,Oy + H,Og = H30¢, + OH@a,) 
The equilibrium expression is 


[H30¢]e. [OH Gale 
H, Ow] e 


Although [H,O,)]. is not exactly the concentration of water in 
pure water, we can assume that because [H,0@,)]. and [OH@,). 
have very small values the water is, for present purposes, pure. 


K, = 
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Therefore, [H,O,)]. can be taken as constant at a particular 
temperature, ie. K.. [H,O]2 can be taken as constant at a 
particular temperature. 

This expression is given the symbol K,, 


ce kee oK (HO; 12 
K,, - [H30¢ A [OH GI. 


(aq) 


K,, is called the ionic product of water, and is a constant at a 
particular temperature. 

Experiments show that in pure water at 298 K, the equilibrium 
concentration of H;0¢,) ions and OH(,,) ions are each 1.0 x 107 u 
molilme: 

That is [H,0/, = (ROVE 2 1h == 1M) Sop Orn) Ps 


(aq) te 


Substituting these values in the expression for K,, gives 
Kee exalO0e : 
= 1.0 x 10° ‘* at 298 K when concentrations 
are expressed in mol /7'. 

In any aqueous solution at 298 K the product of the [H20g;] 
and the [OH;,,)] must equal 1.0 x 107%. 

The measurement of the concentration of hydronium ions 
H,O{,, in a solution is the measure of the acidity of the solution. 
The pathway of many reactions is affected by the concentration of 
the H,O@, ion, or the concentration of the OH,,,) ion. It is often 
important to know the concentration of the H,0(,,) ion, ie. the 
acidity of solutions, and to be able to control the acidity. This is 
discussed in the NSCM Booklet C12, Acids and Bases. 


Conclusion 


Chemical investigation in equilibrium systems is often done to 
obtain thermodynamic data, e.g. the standard Gibbs free energy 
AG? is related to the equilibrium constant by the expression: 


AG° = —RT InK, 
where R = gas constant 
T = absolute temperature. 


I 
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Also, it has been shown that for an equilibrium, e.g. 
A+BeC+D 


mclaDn 
where ee Tee 
AH° 1 
log K, = — 4303R °° + constant 


if K, is determined at various temperatures, and a graph of log K, 
against = is drawn, then AH° for the forward reaction of the 
equilibrium can be calculated from the slope. This method can be 
used to determine AH° for a reaction which cannot be measured 
directly in a calorimeter because of practical difficulties such as side 
reactions. 

In industrial chemistry, knowledge of the equilibrium constant of 
a chemical system is very necessary in designing and operating 
chemical plants, since it indicates the theoretical yield obtainable by 
a chemical process. Also, it suggests ways of increasing the yield 
by the addition of an excess of one of the reactants (the cheaper 
one!) or by continuous removal of the products. 

It must be remembered, however, that the actual equilibrium 
state for a chemical system is only one of the factors which must be 
taken into account. Another most important question is how long 
it takes for the system to come to equilibrium, and whether the 
manufacturer can afford to wait. 

Consider the Haber process for the manufacture of ammonia 
from nitrogen and hydrogen, 

Nog + 3Ha@ = 2NH3@ (exothermic reaction) 
Application of chemical equilibrium principles shows that, in 
theory, the most favourable conditions for a high yield of ammonia 
is high pressure and low temperature. But at low temperature it 
takes so long for the system to reach equilibrium that the amount of 
ammonia produced in a reasonable time is uneconomical. The use 
of a catalyst at low temperatures does not increase the yield 
sufficiently, and a temperature of about 800 K is used. 

An increase in temperature for this system decreases the yield 
of ammonia so the system is subjected to a high pressure which 
gives a favourable yield in a reasonable period of time. A suitable 
catalyst is used to increase the rate of the reaction and the system is 
kept under a pressure of about 700 atmospheres. The percentage 
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yield of ammonia is approximately 50°%. Although increased rate 
of reaction is obtained at the expense of a reduced yield the Haber 
process is economically feasible. 

The principle of chemical equilibrium has wide application in 
science; the biological process of respiration and the geological 
process of mineral formation are just two such examples. Many 
more will be met in other NSCM Project booklets. 
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